Introduction
Knowledge of the dissociation quotients of oxalic (ethanedioic) acid under a wide variety of conditions is important in understanding many processes in materials and geological sciences. Oxalic acid is used in diversified industrial applications, because it provides pH control and, more importantly, it is capable of chc1ating ferrous and other metal ions in solution. In particular, oxalate forms stable complexes with actinides, so that it can be used to decontaminate radioactive components in the cooling systems of reactors. (1) Some actinides form insoluble oxalate salts rendering it useful in the decontamination of radioactive waste. (2) Moreover, there is substantial interest in the corrosion behavior of steels in oxalic acid solutions.(3) Similarly, the importance of oxalic acid to the geological sciences is related to the mobilization of metal ions through complexation. The calcium oxalate minerals whewellite (CaC 2 0 4oH20) and weddellite (CaC20 4 0 2H20) occur in a wide variety of soils and attest to the ubiquity of oxalate species in vadose waters. (4) Recent geological studies have shown that oxalate and bioxalate may act as potential ligands in the dissolution of aluminosilicate minerals during weathering(S) and sedimentary diagenesis. (6) Thus, in any attempts to model these processes quantitatively, the thermodynamic behavior of oxalic acid and the activity/concentration relationships in natural and industrial brines must be considered.
The dissociation of oxalic acid proceeds as follows (1) 
In spite of the widespread interest in the properties of oxalic acid under hydrothermal conditions, there are relatively few measurements of the dissociation quotients of oxalic acid at elevated temperatures or in solutions of high ionic strength. Although abundant data for equilibria (1) and (2) are available for temperatures between 0 and 50°C and for ionic strengths of S; 1m (Table I) , the only data available at elevated temperatures are those of Nikolaeva and Antipina. (17) The latter study was based on measurements that extended to 90°C and were made in dilute solutions (ionic strength < 0.13m) in the absence of a supporting electrolyte.
In the present research, the first and second dissociation quotients of oxalic acid have been measured potentiometrically at temperatures up to 175°C and ionic strengths ranging from 0.1 to 5m. Knowledge of the magnitude of the first dissociation has little value for most applications because, as can be seen from Table I , oxalic acid is only present to a significant extent in relatively acidic solutions. Moreover, because it is a moderately strong acid, there are the usual experimental difficulties and potentially ambiguous assumptions in the assignment of activity coefficients that arise in determining such constants with precision. (24) 2. Experimental 2.1. Materials Stock solutions of NaCl, NaOH and HCl were prepared from reagent grade chemicals, sparged with argon and stored under argon in polypropylene containers. Water was purified by passing distilled water through a Barnstead four stage deionizing system that yielded water with a resistivity of 0.18 Mn-m. All solutions were made by combining reagent grade H2C20 4"2H20 with the NaOH, HCl and NaCl stock solutions and water. Compositions of the solutions used for experimental runs are given in Table II . Two stock reference cell solutions with ionic strengths of 2.0 and 5.0 molal were prepared (ionic strength was determined from stoichiometric molalities of all ions in solution) and diluted to the appropriate ionic strength prior to each experiment. The molal ratio of HCI to NaCI in these solutions was 1/19 in the 2 molal solution and 1/500 in the 5 molal solution. Solutions used to determine the first dissociation quotient contained variable proportions of oxalic acid, NaCl, and HC!. The ratio of total oxalate to NaCl was less than 1/100 in all runs except for those at ionic strengths of 0.1 and 0.3 (Table II) . In these more dilute solutions, the ratio of oxalate to supporting electrolyte was as large as 1/4.3 (Table II) . Two stock solutions with ionic strengths of 2.0 and 5.0 molal were prepared for those experiments aimed at determining the second dissociation constant. The molal ratio of H 2 C 2 0 4 to NaOH was ca. 2/3 in both solutions with a molal ratio of total oxalate to supporting electrolyte of 1/100 in the 2 molal solution and 1/2000 in the 5 molal solution. These solutions were diluted to the appropriate ionic strengths prior to each experiment. Ultrapure Matheson, 99.999%, hydrogen was used to saturate the cell solutions.
Apparatus and Procedures
The concentration cell used in this work was described by Mesmer et al.(2S) with some modifications described by Wesolowski et al. (26) More recently, the oil bath was replaced by an Isotherm 3002 model (Hart Scientific) with an improved stability of ±O.02°C over the duration of an experiment. A permanent magnet, that is rotated via a chain-drive mechanism, is now immersed in the bath enabling the solutions within the pressure vessel to be stirred efficiently. Moreover in this study, the emf, temperature, and pressure readings were monitored with a microcomputer and the averages of 100 readings were recorded every four minutes to improve the signal to noise ratio. Prior to each experiment, the porous Teflon liquid junction was repacked and saturated with a S.4m NaCI solution, and the platinum electrodes were coated with fresh platinum black.
In the experiments designed to measure the second dissociation quotient (experiments 1-16, Table II), the cell configuration was Experiments 17-31 (Table II) were designed to measure the first dissociation quotient using the cell configuration In order to initiate an experiment, the test and reference stock solutions were diluted to equal ionic strengths and placed in the concentration cell. The cell was then purged five times with hydrogen by pressurizing the vessel to approximately 3.3 MPa and venting to ambient pressure. After the purging process was completed, the hydrogen pressure was regulated to approximately 3.3 MPa and the vessel was sealed and immersed in a thermostatted bath (temperature stability was ±O.02°C for the oil bath, which was used at ~ 7SoC, and ±O.OsoC for the water/ice bath, used in the 0-7SoC runs) with continuous stirring. After the cell reached thermal equilibrium at 2SoC and a stable potential was achieved (usually overnight), the potential, pressure, and temperature were recorded. The temperature was then lowered to O°C, then raised to SO°C and, thereafter, increased in 2SoC increments, with data recorded at each temperature.
In the oxalate/bioxalate experiments at temperatures of 1S0-17SoC, drifting potentials (to higher absolute values) were observed that were attributable to thermal decomposition of oxalate. A linear cor-rection to the drifting potentials was applied by back extrapolation to the time at which the vessel reached thermal equilibrium. The drift corrections were reproducible and were generally less than 0.02 m V -min-1 at 150°C and less than 0.16 mV-min-l at 175°C.
Apparent decomposition was observed at even lower temperatures in the more acidic solutions used to determine the first dissociation quotient, which is consistent with the acid-catalyzed rate of decarboxylation observed by Crossey. (27) In these experiments, stable potentials were observed through 125°C, while the drift at 150°C was sufficiently rapid that reliable results could not be obtained.
Results
The observed potential is related to the cell concentrations by the relationship
where the square brackets designate the molality of the enclosed ionic species and the subscripts t and r refer to the test and reference solutions, respectively. Absolute temperature is denoted by T, and the ideal gas and Faraday constants are designated by R and F, respectively. Molal concentrations, rather than activities, can be used because the ratio of activity coefficients is assumed to be unity in the matching ionic media of the test and reference compartments (Table II) . The second term approximates the liquid junction potential as calculated from the Henderson equation in a form simplified by the presence of similar ionic media in each half cell. (28) Limiting equivalent conductances (required to calculate Di) for all the ionic species are taken from Quist and Marshall. (29) Limiting equivalent conductances for oxalate and bioxalate are not available at high temperatures and were assumed, therefore, to be equal to those for sulfate and bisulfate, respectively. This approach follows previous reports from this laboratory. (26, 30) The molal ratio of NaCl to total oxalate is greater than 100 with the exception of experiments 21, 24 and 31 (Table II) ; thus, the presence of the oxalate species will contribute relatively little to the liquid junction potential.
The respective molal stoichiometric reaction quotients for Reactions 1 and 2 are defined as
The reaction quotients are related to the observed potential by
where x = 1 or 2. The exact concentrations of the oxalate species are computed from the known total concentration of oxalate, the reference hydrogen ion molality, and the cell potential using an iterative calculation that involves oxalate speciation, ionic strength, and liquid junction potential. (26,30·32) The results of this calculation are given in Tables III  and IV which list the pH (defined here as the negative logarithm of the hydrogen ion molality), ionic strength (considering the actual distribution of ionic species), the degree of association of oxalate (n), and log Qx. For the purpose of these calculations, the degree of association is defined by where m(HCI) and m(H2C20 4) are the total molal concentrations computed from the starting solution concentrations (Table II) , ignoring dissociation of oxalic acid and bioxalate. The values of uncertainties in n, a, and hence those in 10gQx, ax, were computed from the sum of 18 estimated experimental and computational errors, including those derived from the liquid junction potential calculation.
Discussion
Combination of the equation for the dissociation of water with reactions 1 and 2, leads to the following equilibria in their respective base, or anionic, forms
The eqUilibrium quotients for these reactions are written as
The values of Qla and Q2a (Tables III and IV) were converted to the corresponding base forms (Tables III and IV) using the equilibrium tion (1) which is strictly isocoulombic. Moreover, in this form the equilibria exhibit relatively small heat capacity and volume changes,(34) thus simplifying the fitting equations, as well as the extrapolation to infinite dilution, and the computation of thermodynamic quantities. Following previous work from this laboratory,(30,31) the quotients for equilibrium (8) were fitted as functions of temperature and ionic strength using the following general equation
where a w is the activity of water. (35) A weighted regression was performed using the ORGLS generallcast squares computer program (36) incorporating the data presented in Table III , as well as selected data from isothermal fits of the first dissociation quotient are compared with the experimental and published data in Fig. 1 . It is immediately apparent from this figure that the majority of the previous work at elevated ionic strengths deviate considerably from the present fit. Indeed only the value of Cruywagen et al. (13) shows good agreement. This study was carried out in 1m NaCl, which may lead to the conclusion that specific Table I are represented by V.
anion interactions of either CIO;;<7-12) or NOt l 4-1S) with the oxalate moiety are responsible. However, the corresponding results for Q2b in Fig. 2 do not show this disparity and hence the differences are probably traceable to the difficulty in determining accurate eqUilibrium values under conditions (i.e., low temperature and low concentration) where oxalic acid is a relatively strong acid. Note that the results obtained in this study under those conditions were too irreproducible to be included therein. Only the precision of Hamed ceU<16) and careful glass electrode measurements,(23) which were carried out at high total oxalate concentrations, appear to have minimized these difficulties as exemplified in Fig.  1 . b.
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I(m} larger than anticipated based on a statistical summation of 18 possible sources of error in the experimental technique. The average deviation of the 10gQlb values given in Table III is 0.052 as compared with an average deviation of 0.015 for the literature values (Table I ) used in the fit. The calorimetrically-determined heat of reaction reported by Christensen et at. (22) agreed to within 175 J-mol,1 of the calculated value, well within the reported error limits of 310 J-mol,l. Plots of the residuals of the observed -calculated values OflOgQlb against temperature and ionic strength (Fig. 3) show a random distribution. Numerical differentiation of Eq. (12) using the ORGLS program yields W lb, ~Slb' and ~Cp,lb' which along with log Qlb, were converted 
where the 1irst tenn corresponds to the Debye-Htickel expression,(38) the PI -P3 tenns pertain to the equilibrium constant, K lb , the P4 -P6 tenns have the fonn of ~o, and the P7 tenn simulates the fonn of ~I, in the Pitzer treatment. (37) The data are best represented by the following parameters PI = 0,315529, P2 = 3037.87, P3 = -2.63797x10 3 , P4 = -1.44644xlO-6 , Ps = -159.261, P6 = 0.668164, and P7 = -6.67308xlO-4 .
The agreement factor from this fit is 1.45. A deviation plot of the results for logQ2b given in Table IV from those calculated from Eq, (14) is presented in Fig. 4 . The average deviation of these logQ2b results is 0,018, compared with 0.010 for data obtained from the literature. Although the residuals of the linear regression exhibit no systematic rcla- 
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• : tion to ionic strength, the deviations between observed and calculated values OflOgQ2b decrease with increasing temperature. The data at 150° and 175°e are less precise than those obtained at temperatures between 75° and 125°e as a consequence of the correction for drift at the higher temperatures. Nevertheless, the deviations observed at 150° are small relative to those observed at temperatures below 50 0 e (Fig. 4) .
The data obtained for the detelmination of log Q2b are more precise than those obtained for log Qlb. This difference reflects the low n values obtained in runs to determine the first dissociation quotient. The greatest precision and accuracy will be obtained when n = 1. (Table IV) . Values of ii obtained in experiments 17-31 arc considerably less than 1.5 (Table   III) .
Numerical differentiation of Eq. (14) using the ORGLS program yields MiLb, ~S2b' and ~Cp.2b' which along with 10gQLb, were converted to the corresponding values for the dissociation reaction (reaction 2) by incorporation of the appropriate thermodynamic quantities for the dissociation of water. (33) The equilibrium quotients for the dissociation reaction and the relevant thermodynamic data were derived as described above and are presented in Table VI . The agreement of Mi'2a at 25°C with the calorimetric value (22) used in the fit is considered acceptable. The general behavior of Mi, t:...~ and ~Cp for both reactions are typical of all acid and base equilibria studied to high temperatures to date. (24) In other words, the acids become more rapidly weak as the critical point of water is approached due to the entropy change which dominates the opposing effect of the enthalpy.
The equations relating the dissociation constants at infinite dilution to temperature are (16) These relations can be compared directly with those reported by Nikolaeva and Antipina(l7) (Figs. 5 and 6 ). Although agreement for the second dissociation constant is quite good, there are substantial deviations between the present results for the first dissociation constant and published equation. The latter equation relating 10gKla and T can be rejected for three reasons. 1) All measurements reported by Nikolaeva and Antipina were made in relatively dilute solutions (/ < 0.13), over a narrow range of ionic strength (e.g., 0.055 to 0.126 at 25°C). Small errors in the dissociation quotient will then be magnified during extrapolation to infinite dilution. 2) The dissociation quotient was considered to be independent of ionic strength at 25°C. 3) Data at other temperatures were extrapolated to infinite dilution as a linear function of ii. Also, Eq. (15) is seen to be in quantitative agreement with the very 
Conclusions
The results of this study are shown to be in quantitative agreement with a number of previous studies at low temperatures and ionic strengths. Equations (12, 14, 15, 16) provide an accurate model for the speciation of oxalic acid in NaCl brines to high temperatures and salinities, as well as in pure water. These results can now be used in the determination of the pH of solutions encountered in industrial settings such as power plants and waste treatment streams, and in natural hydrothermal fluids. Moreover, experimental studies of the type carried out recently in this laboratory on the formation of ferrous acetate complcxes (39) are now possible for metal-oxalate complexes in high temperature chloride brines. Such information is critical to an understanding of the importance and effects of dissolved carboxylic acids in groundwater/soil interaction, as well as in the evolution of permeability, acidity and metal transport in sedimentary basins and oilfield settings. 
